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Ionic liquids are of potential use in industry as reusable, non-polluting solvents. Their 
thermochemical properties need to be known to facilitate planning of processes and experiments 
using these solvents. Two ionic liquids: 1-Butyl-3-methylimidazolium hexafluorophosphate 
([C4mim]PF6 or [bmim]PF6) and 1-hexyl-3-methylimidazolium 
bis(trifluoromethylsulfonyl)imide ([hmim]NTf2) were studied using a calorimeter. Various 
organic liquids were introduced into the solvents and their heats of solution were measured and 
tabulated. Potential effects of certain functional groups such as alcohol, amine, carboxylic acid, 
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Chapter 1
Introduction to Ionic Liquids and Calorimetry
A. Ionic Liquids
Ionic liquids (ILs) are salts that have melting points below room temperature. They are 
low vapor pressure materials with high polarity, and can be used to dissolve a large array of 
materials both polar and non-polar depending on the ionic liquids' make-up. ILs are 
customizable to the users’ needs. The most common cation is alkyl-methylimidazolium 
abbreviated as [xmim] with the x substituted for a letter denoting an attached carbon chain (b 
for butyl, h for hexyl, for example). X can also be written as the carbon chain, for example 
C4mim instead of bmim for 1-butyl-3-methylimidazolium. Anions can be simple like Cl- or 
more complex, like hexafluorophosphate (PF6-) or bistrifluoromethylsulfonylimide (Tf2N-). 
Evaporating solvents can cause environmental hazards by being released into the air. 
Because ILs have virtually no vapor pressure, the solutes can be recovered by vacuum 
distillation leaving the solvent available to be used again. ILs do not evaporate and cannot 
contaminate the air, are completely reusable, and are relatively stable, so they are considered 
green chemicals. However, PF6- ILs can break down in contact with water and other protic 
materials to form HF gas. This has lead to the development of more water stable ILs such as 
[xmim]Tf2N-. These solvents can be used to facilitate reactions.
B. Calorimetry
Calorimetry is a technique used to measure the change in enthalpy in some chemical 
transformation. In this case, it is used to measure the heat of solution of samples in an ionic 
liquid. A vessel designed to minimize heat loss holds the bulk solution and a method of 
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measuring temperature. A sample is introduced and the change in temperature is observed. If the 
amount of sample and solvent are known, the enthalpy per mole of sample can be calculated.
Knowledge of the thermochemistry of solvation of a species can be used to predict and 
control rates of reactions. A reaction that proceeds through an SN2 process is kinetically slowed 
by protic solvents due to increased solvation of the nucleophilic anion1.  The anionic 
nucleophile is a good hydrogen bonding acceptor and is stabilized by a hydrogen bonding 
solvent, making the energy of activation increase. By using a polar aprotic solvent, the anion is 
less solvated and the activation energy is lowered. By comparing our ionic liquids to water, the 
contrast to a protic solvent is analyzed.
C. Survey of relevant literature:
Calorimetry has previously been used to determine the thermochemical properties of 
ionic liquids before. Blokhin et al determined the heat capacities and phase transition ranges of 
[bmim]NTf2 from the glass state at 5K to liquid at 370K. Thermodynamic functions were also 
calculated for the same ionic liquid in an ideal gas state2.  In another article (Heintz et al), 
activity coefficients of alcohols in [hmim]NF2 were determined. The limiting partial molar 
excess enthalpies of those alcohols were also found and tabulated3.
Other methods and techniques have been used to characterize ionic liquids. Computer 
modeling gives us the interaction energies of benzene with [dmim]Cl and [dmim]PF6 (Hanke et 
al). The PF6 was modeled in two different ways: with the protons on the methyl groups 
calculated together and with them calculated separately. Both the cation and anion portions of 
the IL were studied. Their conclusions were that electrostatic interactions do effect solubility, 
making benzene more soluble than alkanes in ionic liquids4.
Another similar article by Harper et al examined differences in interaction energies of 
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benzene, trifluorobenzene, and hexafluorobenzene in [dmim]PF6. Packing and ordering 
efficiency were studied and benzene was found to pack better and order solvent molecules 
better around itself, giving it the lowest energy of mixing. Hexafluorobenzene was next and 
trifluorobenzene was highest5.
In Eike et al, activity coefficients of 38 compounds in 1-butyl-4-methylpyridinium 
tetrafluoroborate ([bmpyr]BF4) and [emim]NTf2 are calculated using Henry's law constants and 
vapor pressure and are compared favorably to experimental values taken from gas 
chromatography experiments6.
Chemical potentials of molecules including water in ILs were calculated by Lynden-Bell 
et al. It was shown that in general uncharged molecules had the highest chemical potential, 
polar molecules were of lower potential, and those capable of hydrogen bonding were the 
lowest potential. This determines how difficult extraction from an ionic liquid will be. Ketones 
are among the hardest to remove, suggesting that they exist in the H-bonding enol form. The 
ability to remove a solute and reuse the solvent is important to industry7.
Gas chromatography can be used to determine the solubility of gases in an ionic liquid 
stationary phase. Anthony et al used this technique to find Henry’s law constants for several 
common gases in [bmim]PF6. These were compared to various organic solvents. Enthalpies and 
entropies of absorption were also determined for the gases in the ionic liquid versus organic 
solvents. The solubility of gases can affect rates of their reactions taking place in an ionic liquid 
because the rate is limited by the mass transfer of the gas instead of the reaction itself. The 
solubility of oxygen, hydrogen and carbon monoxide were found to be too low for reactions 
involving them, but the high solubility of water and carbon dioxide raised another interesting 
possibility. This ionic liquid could be used as a gas separator, removing water and carbon 
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dioxide from other gases8.
Heintz et al coated GC columns with two ionic liquids, [emim]NTf2 and [emmim]NTf2, 
and found activity coefficients for alkanes, alkenes, alkylbenzenes, alcohols, ketones, esters, 
and halogenated alkanes. Partial molar excess enthalpies were calculated for same. The same 
authors found activity coefficients for the same in [hmim]NTf2 and [mbpy]BF49, 10, 11.
An interesting method of sampling, known as gas stripping, was used in Miyano’s 
article. This method passes an inert gas over a liquid and strips off particles from the top of the 
liquid. This sample is fed through a GC and the concentration of components is analyzed. In 
this particular work, Henry’s law constants and activity coefficients are found for a selection of 
functional groups in 2-propen-1-ol12 (not an ionic liquid).
Thomazeau et al measured the acidity of Bronsted acids in three ionic liquids: 
[bmim]NTf2, [bmim]BF4, and [bmmim]BF4. It was found that Hammett acidity function in these 
liquids can range from -3.35 to -7.00, with the BF4- liquids allowing more acidity due to less 
solvation of H+. 2,4-nitroaniline was used as the indicator and UV-vis as the measurement 
method. Water added to the mixture of ionic liquid and indicator showed that the water acted as 
a base in this circumstance13.
The polarity of a solvent can also be determined by UV-vis spectrometry using Nile Red 
dye. This dye’s wavelength increases in more polar solvents. Carmichael et al used Nile Red to 
determine the polarity of many ionic liquids. In general, the larger the anion the less the polarity 
with the exception of  [bmim]NTf2. This was believed to be because the charge was not 
distributed through the entire anion, making it more polar than PF6- but less than BF4-. The 
cation chain also had an effect. The most polar chain had six carbons; more and fewer carbons 
gave less polarity. Above six carbons, the anion lost its effect on polarity and the different ionic 
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liquids’ polarity was much the same. Results showed that most ionic liquids studied had similar 
polarity to methanol or ethanol14.
UV-vis and gravimetric analysis were used to find the solubility of water in ILs and 
organic solvents. Gravimetric analysis was used to determine the amount of water vapor 
absorbed by the ionic liquid and UV-vis determined concentrations of IL that had been mixed 
with water and allowed to separate. The water layer was drawn off and checked for dissolved 
IL. [bmim]BF4 is miscible in water, and other ILs containing BF4- were found to dissolve water 
vapor relatively well compared to PF6- compounds. Longer carbon chains did result in poorer 
solubility in water as would be expected. [C8mim]PF6 lost mass during drying at 75 degrees and 
8x10-9 bar, suggesting either decomposition at that temperature or evaporation at that pressure. 
Henry’s law constants were determined for water in an ionic liquid and compared to water in 
organic solvents. The solubility of water in [bmim]PF6 increased with temperature. Tf2N- 
compounds were not studied. Water solubility is important when considering possible pollution 
and environmental effects. One of the advantages of ionic liquids is their reusability, but if 
water is dissolved in an IL it may not be entirely removed and IL may be present in wastewater 
instead of being reused15.
IR spectrometry can be used to find the actual state of water dissolved in an ionic liquid. 
Instead of finding the concentration (since IR is not good at making quantitative 
measurements), one can tell if the water is hydrogen bonded or forming aggregates. Droplets of 
ionic liquid are allowed to absorb moisture from the air, then the water stretching band is 
examined. The results found by Cammarata el al showed that water hydrogen bonds with the 
anion. The strength of the hydrogen bond correlated to the solubility of the water. Aggregates of 
water can form in ILs with NO3 or CF3CO2 anions and could be used to dissolve water soluble 
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compounds in ionic liquids16.
Deetlefs17 et al concentrated on finding the physical properties of assorted ionic liquids. 
They found surface tension, density, and refractive index. Acid dissociation constants, 
conductivity, and viscosity are discussed in MacFarlane18 et al along with base catalysis 
reactions. Fitchett19 et al found conductivity and electrochemical data for imidazolium ionic 
liquids. Dissolved water was shown to increase conductivity.
D. Explanation of current research:
In our experiment, we measure the enthalpies of solvation of various organic solutes in 
ionic liquids at high dilution. Many of the compounds studied are similar to those studied in the 
previous literature and will be compared to those results as applicable. The ionic liquids studied 
are [bmim]PF6 and [hmim]NTf2. The technique used was calorimetry. Volatile solutes were used 
because they are easy to remove from the solvent by vacuum pumping. This conserves ionic 
liquid which is expensive.
By comparing the energies of solution with the energies of vaporization, the energies of 
solvation from gas phase to IL can be calculated. Once the enthalpy is known, if the Gibbs free 
energy is also known, the entropy can be determined. If the ability to dissolve different groups 
is known and compared to other solvents, it can be determined whether the ionic liquid would 




A. Description of setup and equipment (see Figure 1):
A 50 mL glass Dewar flask was filled with 15mL of the IL and suspended in a room 
temperature water bath. A Teflon® stir bar was added to encourage prompt dissolution and 
temperature equilibration. A thermocouple was inserted in a 5mm nmr glass tube with a small 
amount of silicone oil to facilitate heat transfer. This was connected to a wheatstone bridge 
followed by two amplifiers plus a ramp voltage to cancel the heat caused by stirring (Figure 
2)20. These electronics were connected to a computer which read the temperature fluctuations 
detected by the probe. A second glass tube of the same dimension held a 56 ohm carbon resistor, 
also with silicone oil to promote heat transfer. This was connected to a circuit that would allow 
a measured short duration current to flow and heat the IL with a known amount of energy 
(0.302 cal). This known amount of heat being put into the system is known as a heat shot. Both 
probes were inserted in holes in a plastic cap equidistant from a smaller hole made for a sample 
syringe. The spacing of the holes was such as to keep them as separate as possible without 
contacting the sides of the vessel. Holes too close did not allow adequate time for the sample or 
heat shot to spread through the solution before being measured and caused spikes to form on the 
computer printout (Fig. 3, 4). 
A homemade glass dewar was compared to a commercial silvered dewar and the 
silvered option proved to lose less heat than the homemade dewars. Thus the silvered 
calorimeter was used for these experiments. A hot plate was used for stirring, but the heating
 element was disabled to prevent accidental heat contamination of the results. Room 
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Figure 1: Picture of set-up
8
Figure 2: Block diagram of electronics
Figure 3: Close-to-ideal graph (exothermic)
9
Figure 4: Graph with spikes from poor stirring
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temperature was monitored and recorded for the last third of the experiments since it appeared 
to have an effect despite the water bath.
Each sample of organic solute was weighed. Apart from a few exceptions, 20 microliters 
of sample in a gas-tight microliter syringe were used for each run. A stable baseline was 
obtained, then a heat shot was administered. The system was allowed to thermally equilibrate, 
then the chemical was added. After the second thermal equilibration, a second heat shot was 
used. The resulting graph (example in Figure 2) was analyzed using Calor, an in-house written 
program which averages the values of the heat shots and compares them to the value of the 
chemical event. Using two heat shots minimizes any factors that may have changed the 
calibration. Calor selects 50 points at the beginning and end of each event: before and after the 
first heat shot, before and after the chemical event, and before and after the last heat shot. A 
least squares line is drawn for each set of points and the heat increment between two successive 
fits is calculated at the point where the exponential curve is halfway between the two lines. If 
necessary, points can be selected and slopes of lines changed within the program to correct 
errors from nonparallel lines (example in Fig 5, 6). A single point can be chosen and a line 
parallel to a different line can be forced through it, or a different set of points can be selected for 
the least squares calculation. Each analog-to-digital count (vertical axis) was 1.22 mV and one 
volt was about equal to one degree Celsius. Most experiments were over a one degree Celsius 
range. The graphs were printed and the results tabulated using Excel. 
Previously published results were researched for similar solutes in other ionic liquids 
and in water and were added to these results. Heats of vaporization were looked up and used for 
calculating enthalpy of solvation (see results and discussion section). A diffusion pump 
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Figure 5: Raw graph before correction
Figure 6: Same graph after correction showing sets of parallel lines used for computing. Color 
added to make sets clear.
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was used to remove the solutes from the ionic liquids so they could be reused. The vacuum 
pulled was about 10-5 torr and the liquid was left on the pump overnight. Liquid nitrogen was 





The first measurement was on distilled water. 0.0407g of distilled water was used with a 
0.097cal heat shot. The baseline was not stable, but the results appeared exothermic. The 
solvent looked dirty, so it was replaced for the second test, which used 0.0114g water. No 
readable response was noted.
b) Methanol: 
Since PF6- reacts with protic substances, a portion of ionic liquid was set aside for use 
with potentially destructive samples. For the first attempt, 0.0403g MeOH was used. The result 
was too endothermic for the computer program to read, so the dosage was reduced to 0.0100g. 
The second result was readable. Difficulty with non-stable baseline was encountered (example 
of moving baseline in Fig. 7), so more separation between the probes was obtained by drilling a 
new cap. After the experiment, the solvent turned yellow and had a disagreeable odor, showing 
degradation of the solvent due to the methanol. Methanol work was not continued.
c) Cyclohexane: 
The difficulty in introducing samples into the solvent without splashing was noted at 
this time. A longer needle for the syringe was obtained. 30 microliters (0.0243g) of 
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Figure 7: Example of graph with moving baseline
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cyclohexane was used. The chemical event component of the graph took a long time to reach a 
straight line because the sample took a long time to dissolve (Fig. 8). When this happens, 
fluctuations due to random noise make calculating the energy with accuracy difficult. The 
amount was reduced to 20 microliters and four more trials were done. One result was overly 
endothermic, possibly due to contact between the probes and the container wall.
d) Benzene:  
20 microliters were used for four trials. Some spikes on the graph were evident probably 
due to inadequate stirring.
e) n -Hexane: 
At first, 20 microliters were used, but gave excessively large peaks. Then the dose was 
reduced to 10 microliters. The second attempt used a different, larger glass calorimeter than 
previous trials and had baseline drift. The third trial had an unreadable graph ( Fig. 9), so no 
result was obtained. The fourth trial had no trouble. All results were endothermic.
f) Acetone: 
Eight trials were attempted with 20 microliter samples. Most graphs were unusable due 
to extremely long equilibration times. This resulted from the relative insolubility of the acetone 
in the solvent. The eighth trial was with a larger stir bar which was an attempt to reduce 
spiking due to poor stirring.
g) Benzonitrile: 
The first trial showed benzonitrile to be very exothermic, so the dosage was reduced to 5 
microliters. Trouble began with the larger stir bar; it tended to climb up the walls of the 
calorimeter and strike the probes. A small round stir bar with grooves was tried with better 
15
Figure 8: Example of excessively long graph.
Figure 9: Example of unreadable graph.
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results. The exact center point of the stirring plate was marked to prevent climbing. The graphs 
for this compound were mostly unreadable due to long equilibration times.
h) Acetonitrile: 
Similar equilibration problems to acetone and similar graphing trouble to benzonitrile 
were encountered. Six trials were attempted, and two were useful.
2. [hmim]NTf2:
a) Comparison of Dewars
A new solvent 1-hexyl-3-methylimidazolium bis(trifluoromethylsulfonyl)imide was 
obtainedBefore any trials with the new solvent were run, several dewars were compared for best 
results. The temperature of water in the dewars which were immersed in an ice bath for one 
hour was measured. The water in the mirrored glass dewar was 10 degrees warmer at the end of 
the hour than the hand-made glass dewars used for the [bmim]PF6 and will be used for all 
experiments in the new solvent.
b) Examination of fresh vs. used solvent with benzene:
Six trials were run using the same 15mL of solvent to examine the effect of possible 
solute-solute interactions. 20 microliters of benzene were introduced for each successive trial. 
The first trial’s heat of solution was nearly double the later trials’ results. Not all of the graphs 
were usable. Baseline difficulties due to faulty air handler and erratic room temperatures lead to 
further benzene trials after air handler repair. Trials 7-9 showed similar numbers to trials 1-6.
c) Methanol: 
Poor solubility caused graphs similar to acetone in the PF6 experiments. Out of six trials, 
only two were usable.
d) Tetrahydrofuran: 
17
The first three trials gave poor results; water contamination of the sample was 
suspected. Freshly distilled THF was obtained and the dosage increased to 30 microliters. 
Extremely variable results were obtained ranging from endothermic to exothermic on different 
days. THF proved to be susceptible to atmospheric temperature changes. 50 microliters was 
used to increase chance of useful results.
e) Hexane: 
Nine trials were performed and most were usable. 20 microliters were used and the 
graphs were good. No alterations in procedure were necessary.
f) m-Xylene: 
Room temperatures were recorded for this and most later experiments to ensure against 
poor readings due to temperature fluctuations. Temperatures ranged from 21.5 degrees to 25.5 
during these six trials of m-xylene. For the first 3 trials, 20 microliters was used but that gave 
equivocal results, so the volume was doubled for the last three. Even with 40 microliters, the 
values were very small.
g) p-Xylene: 
Results and procedure were almost exactly the same as for m-xylene. Temperature 
ranged from 21.4 to 26 degrees over six trials. Energies were very small. 
h) 1-Hexanol: 
Three trials were run with sample sizes of 20 microliters. Room temperature ranged 
from 27.2 to 29.1 degrees. There was no difficulty getting results with this solute.
i) Cyclohexane: 
Three trials were completed with 20 microliters each. Graphs were exemplary. The 
temperature was not recorded.
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j) Acetonitrile: 
Three trials were done with 20 microliters. Temperature was not recorded.
k) Aniline 
Three trials were done with 20 microliters. Temperature was not recorded. The graphs 
had sloping baseline problems.
l) Acetone: 
Three trials were done with 20 microliters. The first graph was not readable. 
Temperature was from 25.4 to 27.4 degrees. Long equilibrations times were required, but not as 
many errors crept into these graphs as did the PF6- graphs.
m) Pyridine: 
Five trials were done with 20 microliters. Fourth trial was delayed after measuring out 
the sample to wait for a stable baseline. Once a stable baseline was obtained, the sample was re-
weighed to insure against sample evaporation. Temps were from 24.3 to 27.5 degrees.
n) Hexafluorobenzene: 
Three trials were done with 20 microliters. Temperature was from 28.5 to 28.7 degrees. 
The graphs showed some signs of mixing trouble.
o) 3-Pentanone: 
Three trials were done with 20 microliters. Temperature was from 28.9 to 29.0 degrees. 
Results showed little energy of solvation. 
p) Acetic acid: 
Nine trials were attempted with 20 microliters in previously unused solvent. This was so 
the solvent used for protic compounds could be set aside. Temperatures ranged from 22.4 to 
31.6 degrees. Several of the graphs had erratic baselines and could not be interpreted; however 
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the results are clearly endothermic.
q) N,N-dimethylaniline: 
Six trials were attempted with 20 microliters. The first was unsuccessful because the 
wrong sample was introduced. The graphs were readable. Temperature was from 21.7 to 22.1 
degrees. 
r) Ethanol: 
Two trials were made giving clear graphs. Temperature was from 23.1 to 23.2 degrees. 
s) Trichloromethane: 
Three trials were done with 20 microliters. Temperature ranged from 22.5 to 22.7 
degrees. Graphs had spiking problems.
t) Benzonitrile: 
One trial was run with 20 microliters with minimal results. Dosage was increased to 40 
microliters for two trials. Even with the higher dosage, results showed little energy. Temperature 
was from 23.0 to 23.4 degrees.
u) 1-Butanol: 
Three trials were done with 20 microliters. Temperature was from 21.7 to 22.0 degrees. 
The graphs were acceptable.
v) t-Butyl alcohol: 
Three trials were made with 20 microliters. Temperature was from 21.9 degrees to 22.0 
degrees. Results were more endothermic than butanol.
w) Valeraldehyde: 
Two trials were attempted, but no change was visible even with a double dose. A strong 
odor presented a possibility of acid contamination.
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x) o-Xylene: 
Two trials were done with 20 microliters. Temperatures were from 24.7 to 24.8 degrees. 
The results were similar to m- and p-xylene.
y) 1,1,1,3,3,3-Hexafluoro-2-propanol: 
Five trials were done with 20 microliters. Temperatures were from 22.8 to 23.5 degrees. 
z) Trifluoroacetic acid: 
The sample was distilled immediately prior to testing to prevent contamination. Sections 
were separated at 70 degrees using a “cow” and oil bath. Three trials were run with 20 
microliters. Temperatures were from 23.5 to 23.8 degrees.
aa) 1,4-Dioxane:
One trial was attempted with 20 microliters with the result of a small chemical peak. 
Dosage was increased to 40 microliters, and then to 50 microliters. Three trials were run, but the 
first of these was not usable due to too many points on the graph for the program. Temperature 
was from 22.8 to 23.4 degrees.
bb) Retry of benzene in same sample of solvent to check for stacking:
Four trials were done using same solvent. Temperatures were from 21.8 to 23.2 degrees. 
Results were similar to the previous trial, with the fresh solvent giving twice the result of later 
trials.
3. 1,4-Dioxane in water: 
The solvent was changed to 15mL of distilled water. 5 microliters of dioxane was 
attempted first because a large energy result was expected. However, the result was not large 
and the dosage was increased. 20 microliters were used for two trials. 20 microliters was found 





ΔH°soln (heat of solution) is the enthalpy of the liquid solutes' dissolving in the solvent. 
This is the property measured directly in this experiment. However, ΔH°soln does not provide 
information on the interaction of the individual solute molecules with the solvent and does not 
remove the effect of interactions with other solute molecules. The heat of vaporization (ΔH°vap) 
can be subtracted from the heat of solution to get heat of solvation from the gas phase into 
solution ΔH°solv. Unlike ΔH°soln, ΔH°solv is always exothermic. This is due to van der Waals 
forces causing interaction between the solute and solvent molecules21. In general, the larger the 
solute molecule, the larger the van der Waals force. Whether or not a solute dissolves in a given 
solvent to an appreciable degree is affected by entropy because forcing solvent molecules aside 
to make room for the solute causes some ordering of the solvent. This is why some solutes do 
not dissolve even though the ΔH°solv is negative. By studying only enthalpy, we can isolate the 
effect of interactions between molecules.
One way to find the various interaction possibilities of a solvent is through the 
solvatochromic method. In this method, dyes are used that change color in solvents of different 
polarity. The ground and excited states of these dyes emit different wavelengths of light and are 
stabilized by different polarities of solvents. This allows for the calculation of the Taft-Kamlet 
solvatochromatic parameters α, β, and π* through this equation: 
λ = λ0 + aα + bβ + cπ*, where a, b, and c represent the amount α, β, and π* affect the 
wavelength of a specific dye22. α is the acidity or hydrogen bond donating ability. β is basicity 
22
or hydrogen bond accepting ability, and π* is the polarity and the polarizability of the solvent 
analyzed. A larger π* value means a greater change in the energy of a solvatochromic dye due to 
the local electrical field of the solvent shell23. This can be caused by either a permanent polarity 
or a temporary or situational induced polarity. A zero value would mean that the molecule under 
study is not polar and is resistant to change in polarity from outside influences. Hydrogen bond 
acidity (or donating ability), α, requires a hydrogen attached to an electronegative atom, which 
pulls electron density away from the hydrogen, leaving it partially positive. This attracts 
negative or partially negative species. A zero measurement for α means no hydrogens are 
attached to or are influenced by electron withdrawing groups. β, or hydrogen bond accepting 
basicity, is affected by the presence of electronegative atoms. A zero β value would indicate the 
absence of these atoms. 
 In Table 1 are some Taft-Kamlet parameters taken from the literature. In Crowhurst et 
al23, it was observed that π* was affected by both the cation and anion of the ionic liquid. The 
charge on the anion becomes more delocalized over more atoms making the π* value of larger 
anions like Tf2N- slightly less. For the cations, the lowered polarity of the delocalization of 
charge around the imidazolium ring is compensated for by the large polarizability of aromatic 
systems. Since electrons in these systems are fairly mobile, they can be more easily influenced 
by their surroundings, inducing a charge differential. Compared to water which has a π* of 1.33, 
ILs have a π* of approximately one. Because they are ionic compounds, this high value is 
expected, but it is lower than water because of the previously discussed delocalization of 
charge. Alkanes like hexane have π* values near zero. The selection of ordinary organic 
compounds shows that these have π* values ranging from 0.5 to 0.8. 
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Table 1: Taft-Kamlet parameters:
π* α β δH
[hmim]NTf2a 0.98 0.65 0.25 5.10d
[hmmim]NTf2a 0.99 0.45 0.26 -
[bmim]NTf2b 0.984 0.617 0.243 4.97
[hmim]TfOa 0.98 0.667 0.52 -
Waterb 1.33 1.12 0.18c 5.490
Acetic acidc 0.64 1.12 - 0.851
Trifluoroacetic acidc 0.50 - - 1.040
Hexaneb -0.12 0.07 0.04 0.535
Cyclohexanec 0.0 0.0 0.0 0.672
Benzenec 0.59 0.0 0.1 0.841
Methanolb 0.73 1.05 0.61 2.052
Hexafluoroisopropyl 
alcoholc
0.65 1.96 0.00 0.893
t-Butyl alcoholc 0.41 0.68 1.01 1.119
Acetoneb 0.704 0.202 0.539 0.906
Acetonitrilec 0.75 0.19 0.31 1.378
Trichloromethanec 0.58 0.44 0.0 0.905
Pyridinec 0.87 0.00 0.64 1.121
Tetrahydrofuranc 0.58 0.0 0.55 0.860
a from reference 24; b from refrence 23; c from reference 25. d from reference 26
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 Methanol and dichloromethane are polar compounds and acetone has an area of negative 
charge around the carboxyl group.
α parameters for ionic liquids are mostly determined by the cation23. Imidazolium 
cations have larger α values (~0.65) than other IL cations because the three hydrogens on the 
imidazolium ring are acidic. However, this effect can be reduced by hydrogen bond accepting 
anions like Tf2N-. In Table 1, [hmmim]+ is compared to [hmim]+. In the former, because one of 
the acidic hydrogens is replaced with a methyl group, the α value is lower (0.46 vs. 0.65). Water 
and methanol have similar α values, with water being slightly higher as it has two acidic 
hydrogens instead of one. The other organic compounds listed have no acidic hydrogens and 
have values approaching zero.
β values are mostly affected by the anion component of an ionic liquid. Because the 
anions used are weak bases, none of the ionic liquids have very high β values. Table 1 shows 
that changing the cation does not affect the β by much; however, changing the anion from Tf2N- 
to TfO- had a significant effect. The β values of methanol and acetone are at about 0.5, showing 
the presence of oxygen. Hexane and N,N-dichloromethane have no electronegative atoms and 
have β values around zero. 
δH, or the Hildebrand parameter, is derived from the equation δH = [(ΔH°vap - RT)/V]1/2, 
where ΔH°vap is the heat of vaporization and V is the molar volume26. It shows the relationship 
between the amount of energy required to vaporize a liquid and the size of its molecules. Since 
ILs do not vaporize easily, viscosity in organic solvents is used to find δH through the Mangaraj 
equation η = ηmaxe[-A(δHsolv - δHIL)2], where η is viscosity and A is a constant26. In Table 1, it is 
evident that high boiling point compounds like ILs and water have higher Hildebrand numbers 
than other organic liquids. The units here (U2) are found by dividing ΔU (ΔH°vap - RT) in kJ/mol 
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by 41.8726.
According to Wakai et al27, the dielectric constant of ionic liquids decreases with chain 
length, but is also affected by the anion. Although [hmim]NTf2 was not specifically studied in 
that work, the data provided can be used to find the approximate dielectric constant for it. The 
difference between a C2 chain and a C6 chain appears to be 3.6, so subtracting 3.6 from the 
constant of 15.2 given for [emim]NTf2 gives 11.6 as an estimate for the dielectric constant for 
[hmim]NTf2.
B. Discussion of Results in [hmim]NTf2
With these solvent properties in mind, let us examine some trends in ΔH°solv, as seen in 
Table 2: 
1. Alcohols
Longer chain alcohols are more exothermic than shorter chain alcohols and t-butyl 
alcohol is less exothermic than 1-butanol. A longer chain makes alcohols less polar, also the van 
der Waals forces are stronger for a larger molecule. t-Butyl alcohol is bulky and would be 
subject to steric hindrance. Alcohols are polar and the π* of the ionic liquid shows that it is 
polar also. Both have hydrogen bond accepting and donating ability. Adding fluorine to an 
alcohol as in hexafluoroisopropyl alcohol (HFIP), makes the acidic hydrogen more acidic. This 
makes HFIP more exothermic than butanol, when 2-propanol should be less exothermic than 
butanol. 
2. Aniline
Anilines are the most exothermic of the solutes studied. Aniline is a weak base and can 
accept hydrogen bonds. The IL is a hydrogen bond donor. Aniline is also polar as is the IL.
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Aniline -0.91±0.32 3 -14.2
N,N-Dimethylaniline -0.90±0.26 5 -13.5
1-Hexanol 1.90±0.38 3 -13.1
Trifluoroacetic acid 3.68±0.14 3 -12.9




1-Butanol 1.81±0.33 3 -10.7
o-Xylene -0.21±0.01 2 -10.6
p-Xylene -0.18±0.06 4 -10.3
m-Xylene -0.13±0.05 3 -10.3
3-Pentanone -0.40±0.13 3 -9.6
1,4-Dioxane -0.50±0.10 4 -9.5
Pyridine 0.15±0.13 3 -9.4
Hexafluorobenzene -0.53±0.51 3 -9.0
Chloroform -0.80±0.05 3 -8.1
t-Butyl alcohol 3.08±0.36 3 -8.0
Ethanol 2.40±0.06 2 -7.7
Acetonitrile 0.33±0.16 2 -7.6
Tetrahydrofuran 0.52±0.26 11 -7.1
Benzene 1.15±0.47 10 -7.0
Acetone 0.62±0.04 2 -6.8
Acetic acid 1.10±0.38 7 -6.8
Methanol 2.21±0.73 2 -6.7
Cyclohexane 3.91±0.50 3 -4.0
Hexane 4.95±0.59 6 -2.6
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3. Acids
Acetic acid is less exothermic than trifluoroacetic acid because of the increased acidity 
of trifluoroacetic acid's acidic hydrogen. Acids are strong hydrogen bond donors.
4. Aromatics
Benzonitrile is more exothermic than acetonitrile and benzene more exothermic than 
cyclohexane, suggesting that aromatics are more exothermic than aliphatics in the ionic liquid. 
The aromatic rings of the solutes would interact with the imidazolium ring in the solvent. In 
general, substituted benzenes like xylene, benzonitrile, and aniline, were more exothermic than 
benzene itself. In the cases of benzonitrile and aniline, the nitrogen groups would increase the 
basicity, allowing acceptance of hydrogen bonds. In the xylenes, the methyl groups would 
contribute electron density to the aromatic ring, possibly increasing polarizability.
5. Ring Ethers
Tetrahydrofuran was less exothermic than 1,4-dioxane. This is most likely because is 
has one less oxygen to accept hydrogen bonds. This makes it less basic than 1,4-dioxane.
6. Ketones
Acetone is less exothermic than 3-pentanone. 3-pentanone is larger and would have 
more van der Waals interaction with any solvent21. Both have hydrogen bond accepting ability 
through the oxygen in the carboxyl group. 3-pentanone would be less polar allowing interaction 
with the non-polar areas of the IL.
7. Alkanes
The saturated hydrocarbons hexane and cyclohexane were not very exothermic. They 
have no hydrogen bond interaction sites with the solvent. Neither is polar or very polarizable. 
The Hildebrand parameter illustrates the higher boiling energy of cyclohexane vs. hexane. This 
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is likely due to the better stacking ability of cyclohexane provided by its more rigid ring 
structure. Cyclohexane is more exothermic in our IL than hexane, possibly for a similar reason. 
Also, because ΔH°vap is subtracted from ΔH°soln to give ΔH°solv, a higher δH would mean higher 
ΔH°vap which would translate mathematically into a more negative ΔH°solv.
Chloroform (trichloromethane) is far more exothermic than the non-substituted alkanes 
because the electronegative halogens make the remaining hydrogen acidic.
8. Other
Experiments which took a long time (see Figure 7), which show a difficulty in 
dissolving, did not correlate with whether the ΔH°soln was exothermic or endothermic. 
Exothermic solutes, like aniline and 1-hexanol gave good graphs and dissolved well, but so did 
hexane and cyclohexane. The molecules that were slow to dissolve were: methanol, the xylenes, 
acetonitrile, acetone, dioxane, and pyridine. Benzene, methanol, tetrahydrofuran, pyridine, 
hexafluorobenzene, chloroform, and hexafluoroisopropanol showed a temporary resistance to 
dissolution in the form of spikes not mirrored in the heat shots. In both cases, there was an even 
mix of exothermic and endothermic enthalpies.
C. Discussion of Results in [bmim]PF6
In Table 3 are the results of the [bmim]PF6 experiments. The biggest difference 
between the two ionic liquids is that chloroform was endothermic in the [bmim]PF6 and 
exothermic in [hmim]NTf2. The remaining solutes in common are in the same relative positions 
in ΔH°soln. Some values may not be accurate due to poor or unreadable results. The values for 
these solutes are included only for the sake of completeness and are marked with an
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Table 3: Values in kcal/mol of solutes in [bmim]PF6:










* No reliable data for this measurement. Included only for completeness.
asterisk in the table. The ΔH°solv for water in [bmim]PF6 was found to be -7.2 kcal/mol8.
D. Calculations
The ΔH°vap used to calculate our ΔH°solv are compiled in Table 4. The calculations were 
performed as follows: ΔH°solv = ΔH°soln (average of experiment results) – ΔH°vap (Table 4). Some 
of the calculated ΔH°solv values from Driver’s thesis28 were similar to the calculated ΔH°solv 
values from this experiment, as can be seen in Table 5.  The literature numbers were for 
[bmim]NTf2, rather than [hmim]NTf2, which may have caused some of the differences. 
Comparing the heats of vaporization of the same liquids from Driver's thesis shows that the 
numbers are similar and can be considered accurate. Values of ΔH°soln from other works, rather 
than solvation, can be found in Table 6. These are calculated at infinite dilution. Our 
experiments ranged from 0.375 to 1.33 mole percent.
E. Comparison of IL with Water
In Figure 10, the heat of solvation of solutes in IL is compared with ΔH°solv values into 
water (Table 7). The ΔH°soln used to calculate the ΔH°solv were taken from a book of aqueous 
solubility data33 and other sources (Table 8). The ΔH°soln for 1,4-dioxane into water was not 
30


























a From reference 29. b From reference 30. c From reference 31. d From reference 32.
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a from this work. b calculated from reference 28.
Table 6: ΔH°soln in [hmim]NTf2 from other papers (kJ/mol):
ΔH°solna ΔH°solnb ΔH°solnc
Methanol 7.8 7.38 9.24
Ethanol 10.1 10.0
1-Butanol 9.0 9.32 7.58
t-Butyl alcohol 9.1 12.89





 a from reference 9. b from reference 2. c from this work (converted to kJ/mol).
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Figure 10: Comparison of solvation in water vs. ionic liquid. Diagonal line represents equal 
heat of solvation in both.
33
Table 7: ΔH°solv of solutes in water and the difference between ΔH°solv in water and ΔH°solv in the 
IL.
ΔH°solv(aq) ΔH°xfer H2O->IL







Acetic acid -9.8 3.0
Pyridine -11.9 2.5















ΔH°solv = ΔH°soln (see Table 8) - ΔH°vap (see Table 4)
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 Table 8: ΔH°soln in water:























a more than one set of data available; the average value was used for calculations. b from 
reference 33. c from reference 34. d from reference 35. e from reference 36. f from reference 21. g 
from reference 37. h from reference 29. i from reference 38. j from reference 39. k from reference 
40.
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found in the book and was measured experimentally at -2.32 kcal/mol. A more negative heat
means more interaction between the solute and solvent and the diagonal line is the unity line 
where enthalpy of solvation in water equals the enthalpy of solvation in the IL. For points to the 
left of the line the enthalpy of solvation in the IL is greater than that in water and for points 
below the line the solvation enthalpy is greater in water than in the IL.
1. Aromatics
Aromatic solutes proved to be more soluble in the ionic liquid than in water, probably 
due to π interactions with the imidazolium. Also, the polarizability of most aromatic compounds 
is more like that of IL than water. An example would be benzonitrile versus acetonitrile. 
Benzonitrile is far more exothermic in the IL than in water, while acetonitrile is close to the 
unity line and is slightly more exothermic in water than in the IL.
Benzene is more exothermic than cyclohexane in the IL and also slightly more in water 
because of increased polarizability. In contrast, hexane is more exothermic in water then in the 
IL, possibly due to its long chain structure being less similar to the ionic liquid than a ring. 
2. Protic Compounds
Protic samples were more soluble in water due to hydrogen bonding, because water has 
higher α and β values than IL. The alcohols formed a nearly straight line below and parallel to 
the unity line, showing that they are more exothermic in water but retain the same 
changes in enthalpy relative to each other in both solvents. The longer carbon chain alcohols 
were more exothermic in both solvents due to van der Waals forces being larger for bigger
molecules. If water can be seen as an alcohol, its position can be extrapolated using a ΔH°solv
in water of -10.5 kcal/mol41. This gives an approximate ΔH°solv in the IL of -6. As previous;y 
stated, the ΔH°solv for water in [bmim]PF6 was -7.2 kcal/mol8. This is a different solvent, but the 
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number is still close.
3. Fluorinated Compounds
The position of 1-propanol can be estimated from the alcohol line and it can be 
determined that hexafluoroisopropyl alcohol is more exothermic in the IL than 1-propanol, 
while not being much more exothermic in water. The fluorine increases the acidity of the 
alcohol while reducing its basicity. Water's dominant parameter is α, so the loss of hydrogen 
bond accepting behavior in the alcohol makes up for the increase in hydrogen donating ability. 
The increased acidity makes a larger difference to the IL. The same can be seen for 
trifluoroacetic acid versus acetic acid. In this case, the fluorinated compound is not only more 
exothermic in the IL it is clearly less exothermic in water than acetic acid. 
t-Butyl alcohol is less exothermic in the IL than 1-butanol while being fairly unaffected 
in water. This may be due to the same reasons as the fluorinated alcohol, but this time the 
basicity is much increased while the acidity is lowered explaining why t-butyl alcohol is less 
exothermic in the IL instead of more. Steric hindrance may also be a factor because t-butyl 
alcohol is bulky and accessing the OH- group would not be as easy as for a straight chain 
alcohol. 
4. Ring Ethers
1,4-Dioxane was more exothermic in both solvents than tetrahydrofuran. This would be 
because it is more basic, having more hydrogen bond attachment sites. In the discussion of 
fluorination, it was suggested that changes in basicity would affect the enthalpy of solvation in 




Ketones are more exothermic in water than the IL. This can be explained by their 
basicity. Basicity affects enthalpy in water more than enthalpy in ionic liquid as previously 
mentioned. The larger acetone, 3-pentanone is more exothermic in both solvents because of its 
larger size, but the difference is greater in the ionic liquid due to the larger ketone's decreased 
polarity.
6. Aniline
Aniline and N,N-dimethylaniline are close to the unity line, but show a slight preference 
for the IL. They are aromatic compounds, which would explain the preference, but they are also 
bases. This would explain why they are not as far to the left of the unity line as the other 
aromatic compounds studied. As bases, they would be more exothermic in water than non-basic 
aromatics. N,N-dimethylaniline has two methyl groups adding to its basicity, so the fact that it 
is less exothermic in the ionic liquid than aniline and more exothermic in water than aniline is 
expected.
F. Future Research
In future research, this chart could be better filled out. For example, the enthalpy of 1-
propanol would fill the gap in the straight-chain alcohol line. The study of more alkanes than 
just hexane and cyclohexane might reveal trends related purely to size and shape because 
alkanes have Kamlet-Taft parameters of zero. Fluorinated compounds could be compared with 
equivalent chlorinated compounds to better see the effect of increasing α and decreasing β 
values. Chloromethane and dichloromethane could be compared to trichloromethane. 
Dichloroaniline could be compared to N,N-dimethylaniline to illustrate the effect of electron 
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